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Introduction
The conversion of a bicarbonate to the corresponding tbrmate compound and water is one of the few reactions where an aqueous electrolyte can be reduced with hydrogen M(HCO3),,.~(aq) + uxH2(g ) ~ M(OOCH),, (aq) + uxH~O(l ) (1) The counterion M is preferably one of the univalent inorganic cations as they generally form stable anhydrous bicarbonate and formate salts [1] .
Since the reduction represented by reaction ( 1 ) is regarded to be the key step in a number of newly proposed routes [2] [3] [4] [5] [6] [7] [8] [9] , the economy of these routes will strongly depend on both the maximum conversion and the solubility of the bicarbonate/formate mixture as a function of the process conditions that may be applied. Despite the substantial number of papers that has been published on possible applications of reaction (1) , the experimental information available about its chemical equilibrium is rather limited, especially with regard to the specific influence of temperature and electrolyte concentration. Besides, no thorough theoretical study on the description of the chemical equilibrium has been presented so far.
An important aim of this study is to clarify the ambiguities raised in the literature on the thermodynamics of the chemical equilibrium. Simultaneously, the thermodynamic nonideality of the aqueous electrolyte mixture will be examined by determining the influence of pressure, temperature and concentration on the equilibrium conversion up to saturated salt solutions.
For determination of the thermodynamic equilibrium constant of a heterogeneously catalysed reaction, the equilibrium composition and the thermodynamic nonideality of the system should be known. Determination of the nonideality requires accurate experimental information about the ionic activity coefficients as a function of temperature and concentration. Unfortunately, data are only available for the single electrolyte subsystems [10] [11] [12] [13] [14] [15] [16] [17] [18] [19] [20] [21] [22] [23] [24] . However, if an appropriate multicomponent, electrolyte activity coefficient model is selected, it is possible to predict the thermodynamic behaviour of the aqueous bicarbonate/formate mixture on the basis of data obtained from these single electrolyte subsystems.
Here, the chemical equilibrium is measured by allowing the reaction to proceed from either side in the presence of palladium on activated carbon and on y-alumina supports. This is done in an intensively stirred, batch slurry reactor at 20, 40 and 60°C for hydrogen pressures ranging from 0.5 to 10 bar. The total salt content in the reaction mixture is varied up to the solubility limit. In handling the experimental data thus obtained, the nonideality of the aqueous liquid phase was described according to the extended Pitzer model [14, 25] .
Previous work
An early attempt to bring the experimentally determined value of the Gibbs energy change into agreement with the value calculated from thermodynamic data was carried out by Woods [26] . The Gibbs energy change at the standard state, defined at molality m #' = 1 mol kg-~ tk)r the solutes and at the pure liquid state for the water solvent (Table !) , is related to the thermodynamic equilibrium constant, according to (1) -237. 14 -285.83 [25.27.28] By measuring the equilibrium concentrations of the ionic components at a hydrogen partial pressure of approximately 0.9 bar and a ionic strength of about 0.05 molal, assuming ideal solution behaviour. Woods calculated K(298 K) = !.33, corresponding to 'k,G't'(298 K) = -0.7 kJ tool Next, a number of more recent papers [6, 7, [29] [30] [31] reported that the equilibrium conversion observed at 25°C and 1 aim partial pressure of hydrogen is about 50%. This indicates that the equilibrium constant has to be approximately 1, corresponding to A,G~"(298 K) = 0 kJ mol-~, which is in good agreement with the result of Woods. In addition, Wu et al. [32] found an experimental value of -1.3 kJ mol-~ In order to determine the standard Gibbs energy change experimentally, Wiener et al. approached the equilibrium from both sides at total potassium salt concentrations of 1 and 4 molar respectively. The equilibrium constant was estimated to be about 40 tool 1-~ armwhich, according to these authors yields A~(298 K) = -9.2 kJ mol-i. This result must, however, be incorrect, since the equilibrium constant was not made dimensionless in the calculation. The standard state of water was based on its concentration in the pure liquid phase, which is about 55 molar. The resulting dimensionless equilibrium constant is thus estimated to be 40/55 p'~ = 0.73. Starting from their assumption of ideal solution behaviour, this corresponds to A,G't'(298 K)= +0.8 kJ toolwhich is similar to the value Woods reported. In addition to this, Wiener et al. [33] gave a value of + 15.1 kJ mol -j tk)r the standard Gibbs energy change of the transformation on the basis of data tabulated by Rossini et al. [34] . This value was not in accordance with the one obtained from consulting a more recent edition of the NBS tables of chemical thermodynamic properties, -1.3 kJ mol-~ [27] . The disagreement appears to be principally due to the inaccurate value reported by Rossini et al. [34] for the standard Gibbs energy of formation of the formate ion. The experimental and calculated standard Gibbs energy change values obtained from various literature sources are summarized in Table 2 . " Reinterpreted based on ideal solution behaviour.
The temperature dependence of the thermodynamic equilibrium constant is given by the well-known van't Hoff equation [35] -R[ a[ln K(T)]
(3)
If the temperature dependence of A~H'~ (7 " ) is assumed to be negligible, it follows that
Woods [26] derived the value of A H #' in this way from the experimentally determined equilibrium constant at 25.0 and 37.6°C, which yielded A H 't' = -22.6 kJ mol-~. This result was compared with the value calculated from known thermodynamic data, being -12.0 kJ mol ~, and it was stated that the discrepancy between the two values might be attributed to the temperature dependence of the data used, which had been disregarded. This explanation, however, seems questionable, since the influence of temperature on calorimetric data over such a small temperature difference is usually less pronounced. Moreover, Wiener et al. [33] reported an entirely different value of -4.8 kJ mol-t based on the tables published by Rossini et ai. [34] . see also Table 2 . Both calculated values are not in accordance with the one obtained from more recent data [27] , -19.4 kJ mol-~, which is close to the experimental value observed by Woods. Similar to the Gibbs energy data, the main source of deviation is obviously caused by the experimental uncertainty in the values taken for the standard enthalpy of formation of the aqueous formate and bicarbonate ion.
System description

Chemical equilibria
An aqueous solution of both strong and volatile weak electrolytes results in a complex mixture of many components, which are able to react with one another. For the catalysed bicarbonate/formate system eight independent, reversible reactions are assumed to proceed, which are given in Appendix A. In order to obtain the values for thc respective equilibrium constants K, as a function of temperature, an equation of the fbllowing form is applied In X~ = k,.,(T/K) -~ + k,:_ + k,.~(T/K) + L~41n(T/K) (5) Table 3 shows the known parameter values for the equilibrium constants K2-K ~. Table 3 Parameter values fl)r the equilibrium constants K 2. K s according to Eq. Vapour-liquid in the electrolyte system under consideration, hydrogen, carbon dioxide, ammonia and water are expected to occur significantly in the vapour phase. Although formic acid is volatile as well, its vapour pressure will be small owing to the basic character of the solution and the small value of the Henry coefficient in the temperature range of interest [41] . 
The temperature dependence of the Henry coefficients is represented by
The parameter values for calculation of the Henry coefficients of hydrogen, carbon dioxide and ammonia in pure water are given in Table 4 .
According to Daubert and Danner [43] , the saturation pressure of pure water PH,O as a function of temperature can be determined from 
Liquid-solid
Since the solubility of formate and carbonate alkali metal salts in water is much higher than the solubility of the corresponding bicarbonate salts [44] [45] [46] , the latter will be limiting. As long as the bicarbonate salt is the only solid compound present, no inclusion of water molecules in the crystal lattice will take place [47] . As a result, the phase transformation can be represented by MHCO3(s ) *-* M ~ (aq) + HCO~-(aq) (11) If it is further assumed that the bicarbonate salt is pure and of unit activity, the phase equilibrium can simply be described by the solubility product Table 5 the literature values of the standard thermodynamic properties of formation for the cation and salt species comprising reaction Eq. (I l) are presented. Table 6 shows the results of the two approaches at three different temperatures for sodium, potassium and ammonium bicarbonate. It can bc observed that only for the sodium salt is the agreement of the two estimation methods satisfactory. The (b) values of K,(T) have been used for the calculations presented in this paper, as they were considered more accurate.
K~ = a M + ~IHCO~ = ~/lk'l -~-TH('(),-DIM q-III11c(),
Liquid phase model
Acth, ity coefficient
The prediction of the nonideal behaviour of an aqueous electrolyte solution is normally based on a suitable model for the solvent activity and the ionic activity coefficients of the solutes. A number of Table 6 Calculated values for the thermodynamic solubility t'~rodt,ct constant of sodium, potassium and ammonium bicarbonate, see text for explanation [48] [49] [50] [51] have treated and compared the most widely applied electrolyte activity coefficient models in extensive reviews. Semi-empirical models are usually preferred when equilibria in aqueous systems of electrolytes are considered. If the multicomponent ionic solutions are of limited concentration, i.e. its ionic strength does not exceed 6 molal, the semi-empirical model lk)rmulated by Pitzer [13, 25, 52, 53] gives one of the best representations of the experimental data in pure, as well as in mixed, strong 1:1 and 2:1 electrolytes [54] [55] [56] . For a detailed description of the Pitzer model• the reader is referred to Harvie et al. [57] and Pitzer [25, 53] .
The Pitzer equation incorporates the pure electrolyte ion interaction parameters /3 C°), /3 ~) and C ~', which have been tabulated by Pitzer and coworkers for many electrolytes [13, 53] . The ion difference parameters 0 and ~, which are characteristic for each aqueous mixed electrolyte system, will be assumed to be negligible. This is equivalent to saying that single electrolyte solutions of equal ionic strength mix ideally. The validity of this assumption for the description of mixed aqueous electrolytes with a common ion has been demonstrated previously by Kumar and Patwardhan [58] . The temperature dependence of the interaction parameters is considered to be negligible. This corresponds with the assumption that the temperature influence on the activity coefficients is the same for each component.
The equation of Bradley and Pitzer [59] was used for calculation of the relative dielectric constant of pure water. SiShnel and Novotny [60] gave a suitable equation for calculating the density of water in the temperature range of 5-100°C p~,--999.65 + 0.20438(t/°C) -6.1744 × 10 2(t/°C) 3/2 (14) On the basis of the expected relative concentrations of the various components in solution, the following ion-ion and ion-molecule binary interactions are assumed to be significant Owing to the basic character of the bicarbonate/formate solution, the H + concentration will be small. According to several authors [14-20•22,61] , it appeared unnecessary to take the H +-X-binary interactions into account for a proper description of the bicarbonate/carbonate/carbamate subsystems. In addition, Pawlikowski et al. [61] and Edwards et al. [62] stated that the NH~-NH 4 CO2-NH 4, CO2-HCO ~ and CO2-CO~-binary interactions are negligibly small. Based on the determination of the solubility of CO 2 in aqueous NaOOCH solutions (results not shown), it could further be concluded that the CO2-HCOO-binary interaction is of no importance.
The parameter values concerning the M +-HCOO-binary and ternary interactions were determined from the corresponding single electrolyte solutions by regression of the literature activity coefficient data at 25°C up to 6.0 mol kg ~ for NaOOCH [10, 11, 13, 23 ] and a maximum molality of 1.1 for KOOCH [10] respectively, see Table 7 . In the latter case the ternary interaction parameter C + was set to zero because of the relatively low concentration limit of the presented data. In the model calculations• this parameter was taken equal to the value obtained for NaOOCH. For the remaining interactions, the parameter values were taken from the work of Pawlikowski et al. [61] , Pitzer and Table 7 Estimated Pitzer parameter values at 298 K of the binary and ternar~ species interactions for the osmotic and activity coefficient calculation Estimated on the basis of Pitzer and Peiper [17] and Schumpe [63] . b Taken equal to the value given for the Na salt.
Taken equal to the values given for the K salt.
Peiper [17] , Roy et al. [19, 21, 22] and Clegg and Brimblecombe [40] . Most of these parameter values have also been tabulated by Pitzer [53] .
Volume
For the calculation of the volumetric properties of aqueous electrolyte solutions, the Pitzer model avoids some of the restrictions or assumptions required by previous models like, for example, the intrinsic limitation to low or moderate concentrations or the extrapolation of the properties of a binary solution beyond the solubility limit of the salts in pure water [64] . 
C £1
The expressions for F", B v and C' are presented by Monnin [64] and contain the pure electrolyte ion interaction parameters /3 (°)'v, /3 I])' and C +'. In the present study, binary solution density data have been used to fit all salts across several isotherms. The temperature dependence of the interaction parameters was determined according to the relation
For the numerical regression of the various subsystems, use has been made of the density data reported by Timmermans [45] , S~Shnel and Novotny [60] , Hershey et al. [65] , Liihdemann [66] , Rashkovskaya and Chernen'kaya [67] and Watson and Felsing [68] . The results for the coefficients of Eq. (17) are given in Table 8 . 
Parameter values for the density calculation of aqueous sodium, potassium and ammonium carbonate, bicarbonate and tormate solutions
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Gas. Since the solubility of nonpolar gases in aqueous electrolyte solutions is quite low due to
the polar nature of the solvent and the salting-out effect, it will hardly have any effect on the liquid volume. As a result, the partial molal volume at infinite dilution and at zero ionic strength can be applied for the estimation of the apparent molal volume of a dissolved gas species. A good approximation method for this quantity is given by Brelvi and O'Connell [69] . where • denotes the porosity of the catalyst support, which is usually activated carbon. The solid density of the activated carbon support, &. is estimated to be 1850 kg m-3.
Model solution
Apart from the description of the thermodynamic nonideal behaviour of the liquid phase, in the previous sections maximally 18 independent equations have been obtained, resulting in 19 unknown variables. If the formate concentration is measured, the set of equations has a unique solution. The multidimensional Newton-Raphson method has been used for solving the model, since it has the virtue of dealing directly and clearly with the set of equations that have been formulated.
Experimental
I. Equipment
The experimental setup is shown schematically in Fig. 1 . It mainly consists of a glass, double-walled reaction vessel (V T = 1300 ml), which is operated batchwise with respect to the liquid phase. To obtain a favourable gas-liquid mass transfer rate, a gas-inducing agitator is used. Pure hydrogen or carbon dioxide can be withdrawn from various supply vessels. The reactor is equipped with a nitrogen teed line and a gas-discharge pipe for flushing and gas-sampling purposes. A catalyst-free liquid sample can be taken from the reaction mixture via a microporous metal filter. In this way, the reverse path of reaction (1) is avoided.
The reactor was held at constant pressure by a pressure regulator. The reactor and supply pressure were monitored digitally by two identical Druck DPI 260 indicators, which had an accuracy of about 5 mbar. The reactor temperature was kept constant within 0.2 with the aid of a Tamson TI000 oil bath. The liquid temperature of the reaction mixture was determined with a thermocouple within an experimental uncertainty of 0.1 °C.
Determination of the concersion
The most reliable way to evaluate the conversion due to reaction (l) is to analyse the liquid phase for the amount of formate present. The conversion of bicarbonate into formate, s c. is defined as The conversion can thus be derived from a combined measurement of the lormate concentration and the total concentration of the anions in solution. This has been accomplished by conducting a standard aqueous acid-base titration procedure, which is described below in more detail.
Operating procedure
At the start of each experiment the reactor was filled with salt solution of known composition. The amount of solvent, varying from 0.35 to 0.90 kg demineralized water, was determined using a Mettler PM 4600 balance, which had an accuracy of 10 mg. The solid weight was measured with the aid of a Mettler AE 200 balance with a precision of 0.1 mg.
Since it was expected that an appreciable loss of carbon dioxide could occur if the reaction vessel was degassed by means of evacuation, the system was flushed several times instead with successively nitrogen and hydrogen. Before the start of an experiment, the hydrogen pressure was established at the desired value. Then, the stirrer was started and the pressure change was followed as a function of time. For the equilibrium approach from the formate side, the experiment was carried out with a closed gas supply system. Depending on the process conditions and the amount of catalyst (0.2-2.3 wt%), an experiment typically took 1-4 days. After reaching the state of equilibrium, the stirrer was switched off and the reactor was held at constant pressure by the supply of hydrogen. Catalyst-free liquid samples of 5 ml were titrated with standard HCI solution using a Mettler DL25 automatic titrator. During each titration, three successive equivalence points were observed. In order of decreasing basicity, they could be identified as: the conversion of carbonate into bicarbonate, bicarbonate to carbon dioxide, and the reaction of formate to formic acid. In this way, the formate concentration as well as the total concentration of anions could be determined with an experimental accuracy of 5 mmol 1-~. The experimental formate conversion ,~xp was then calculated with Eq. (20) .
The carbon dioxide formed by the titration was desorbed afterwards by leading nitrogen through the solution for approximately 5 minutes. The resulting solution was then titrated back with NaOH solution to check the released quantity of formic acid. After exposure to air for several hours at a temperature of 60°C, no change in the formate concentration could be measured in the liquid samples.
High purity hydrogen ( > 99.999%) was supplied by Hoek Loos. The bicarbonate and formate salts were purchased from Merck, Janssen Chimica and Fluka in varying purities (97% up to > 99.5%). Water was identified as the main source of impurity. Therefore, all salts were used as received. The titrants (0.5, 1 and 5 mol 1-J Titrisol +') were obtained from Merck. The catalysts were supplied by Engelhard (5 wt% Pd/C, ESCAT 10 and 101) and Janssen Chimica (1 wt% and 5 wt% Pd/C, 5 wt% Pd/T-A1203). Fig. 2 shows the temperature dependence of the thermodynamic equilibrium constant K, plotted according to Eq. (4). The data (57 in total) were obtained by solving the entire electrolyte model, given ~:cxp, P,, 7" and the initial amounts of sodium bicarbonate/formate, water and catalyst. Reference is made to Tables 9 and 10 
Results
Sodium system
The standard Gibbs energy change of reaction (1) at 298 K, ArG't'(298 K), can be derived from the van 't Hoff relationship, see also Eq. (2) and Eq. (4). This gives ArG+(298 K)= -0.72 kJ mol -~ Again there is very good agreement with the value obtained by Woods [26]. The reinterpreted value of Wiener et al. [33], namely + 0.8 kJ mol-~ lies in between this value and the one reported by Wu et al. [321.
At this stage it is possible to re-estimate the standard enthalpy and Gibbs energy of formation for the aqueous formate ion. With the data of Table I it 
At a certain temperature and sodium concentration, C~ is virtually constant. Moreover, if the sodium concentration and the ratio VL/V t is not too stnall, the term on the right hand side of Eq. (23) is close to 1 and a Langmuir-type equation is obtained.
in Fig. 4 , the theoretical and experimental results of the concentration influence on the equilibrium conversion are presented at 60°C. Only at low conversions does there appear to be some effect. although this is partly due to the rising contribution of the carbon dioxide pressure at increasing bicarbonate concentration. In order to determine the influence of the electrolyte concentration above the solubility limit of pure sodium bicarbonate, Fig. 5 shows the equilibrium conversion at 10 bar total pressure and 60°C. The model based on an ideal liquid phase underestimates the point of saturation almost by a factor of two and is unable to describe the concentration dependence of the conversion. The existence of the point of saturation can also be demonstrated by plotting the measured sodium concentration in solution versus the amount of salt added, see Fig. 6 . The predicted point of saturation (4.1-4.2 molal) is in reasonable agreement with the value derived from the experimental data (3.9-4.0 molal). To verify if there is any dependence of either the electrolyte concentration or the conversion on the thermodynamic chemical equilibrium constant. Fig. 7 and Fig. 8 show the ratio of calculated, i.e. by using Eq. (22), and measured K I values. Considering the appreciable scatter of the experimental data, no general trends can be recognized. The dashed curve in Fig. 7 represents the quotient of two equilibrium constants, which were obtained assuming an ideal and nonideal liquid phase, respectively.
The agreement between the experimental data and the model predictions is satisfactory only if the nonideal behaviour of the liquid phase is taken into account. The experimental conversion gradually decreases with rising initial sodium salt concentration up to the point of saturation (marked by an arrow), above which it further remains constant. This point is determined by the solubility product,
In fact, this quotient is equal to the activity coefficient ratio (¢dlt,C)'YHC,CX) /'YH('O, )' In Fig. 9 , the measured and calculated conversions are compared for the data obtained in the present study and those of Woods [26] . If the nonideal liquid phase behaviour is taken into account, the majority of the calculated points show a deviation of less than 5%. On the other hand, if an ideal liquid phase is assumed, the model predictions are systematically too high.
According to Eq. (AI0), the elemental carbon balance can be checked by comparison of the measured and calculated sodium ion concentration (see Fig. 10 ). It can be concluded that for all experiments the agreement is within five percent, which indicates that the adsorption of ions on the catalyst surface is negligible compared with the amount of electrolyte present in the solution.
Potassium system
By analogy with Fig. 3, Fig. I ! gives the pressure dependence of the conversion for the potassium system. Data are given in Table 11 . The calculated curves have been obtained using Eq. (22) in the equilibrium model, which was derived independently from the potassium system. It can be noticed that the influence of both variables is essentially the same.
In studying the electrolyte concentration dependence of the equilibrium composition, Fig. 12 shows some typical results at 40°C and 4.0 bar total pressure. It is observed that the conversion gradually Fig. 13 . Relative deviation between the measured and calculated equilibrium conversion for the potassium system. Included are the data of Souma et al. [6, 7, 31] and Wiener et al. [33] . falls from about 0.77 to 0.58 by increasing the salt concentration from a situation of infinite dilution to a concentration of 4 mol kg-i. Even though the temperature and conversion are lower than in the case of the sodium system in Fig. 5 , the concentration range was still below salt saturation, see also Eq. (12) and Table 6 . Fig. 13 presents a NMR analysis, which normally provides only a rough estimate. Moreover, the exact reactor pressure appeared to be unknown.
Ammonium system
For a proper comparison with the sodium and potassium systems, equilibrium measurements have been conducted with the ammonium system for essentially identical experimental conditions, see Fig. 14. Data are given in Table 12 . A principal difference between the ammonium system and the previously treated alkali metal systems is the possibility of forming carbamate, which is clear from reaction Eq. (A7). As opposed to the alkali metal cations, ammonium may further decompose in the solution by reaction Eq. (A6), yielding the volatile ammonia base. This latter reaction may result in a substantial rise of the carbon dioxide pressure due to the higher solution acidity at corresponding experimental conditions, being reflected in Fig. 14 by a shift of the intercept on the horizontal axis towards higher total pressures.
Since the concentration ratio between the free ammonia and the ammonium cation is relatively low, namely < 0.01, the amounts of carbamic acid and carbamate formed are practically negligible, i.e. in the order of 10 5 and 10 -4 mol kg-~, respectively. So, if the partial pressure of carbon dioxide is substracted from the total pressure, the equilibrium compositions of the three salt systems are rather similar, which is consistent with their comparable activity coefficient behaviour in the aqueous electrolyte solution.
Discussion
In order to maintain electroneutrality, the concomitant formation of an unknown neutral product containing carbon, such as carbon monoxide, should give rise to the creation of an extra hydroxyl ion per molecule of product. According to reaction Eq. (A4), this would result in a substantial shift of the solution composition towards carbonate, which has not been observed. After the addition of carbon monoxide to the system, no production or decomposition of formate occurred at all, so this species appears to be a severe catalyst poison. Apparently, carbon monoxide exhibits stronger chemisorption on palladium surfaces than hydrogen or formate, which is in accordance with earlier observations [70] . However, as the determined equilibrium constant is virtually independent of the side from which the equilibrium is approached, the amount of carbon monoxide formed cannot be significant. Nevertheless, in basic aqueous solution, carbon monoxide may arise primarily from the following hypothetical mechanism for water ,gas shift reaction catalysis [71] a¢.oaoH HCOO-~ CO + OH-K,~ - (27) ~l tt('~ )() Consistent with such a pathway is the fact that in strong alkaline solution, the uncatalysed reaction of carbon monoxide to give formate is facile at elevated temperature, i.e. between about 120 and 180°C [72] . If the value of the molality-based equilibrium constant K,~ is considered at the temperature range of 20-60°C, namely 10-~e-10 ~3, it appears that the equilibrium is very unfavourable with respect to the lormation of carbon monoxide. Furthermore, a mixture of 0.25 molar NaOH and 0.48 tool 1-t NaOOCH decomposed at 60°C under the influence of Pd/C into 0.24 mol 1-~ Na_,CO~, 0.05 mol 1-i NaHCO~, 0.20 tool I ~ NaOOCH and H e up to a total pressure 2.66 bar.
For all experiments, the conversion estimated on the basis of the hydrogen consumption proved to be within 5% error. From a combined GC-IR and GC-MS analysis, no species other than water or carbon dioxide were proven to be present in the gas and liquid phase. After evaporating the solvent at 110°C, the solid phases obtained were identified as being the formate, bicarbonate and carbonate salt of the alkali metal used [73] .
Conclusions
The values of the experimental equilibrium conversion obtained in previous investigations [6, 7, [29] [30] [31] were confirmed in the present study. Satisfactory agreement was found between the standard enthalpy and Gibbs energy change values of the reaction determined here and the results reported by Woods [26] . On the basis of the NBS tables of thermodynamic properties [27] , the standard entbalpy and Gibbs energy of formation for the aqueous tonnate ion could be re-estimated, resulting in values of -350.5 and -426.7 kJ mol-J, respectively. ]'he bicarbonate conversion increased with rising hydrogen pressure according to a Langmuir-type of saturation behaviour. Owing to a negative heat of reaction (ArH += -20.5 kJ mol-~), the conversion decreased with rising temperature. At constant pressure and rising electrolyte concentration, a lowering of the equilibrium conversion was observed. However, the concentration influence declined at higher conversions, which can be explained in terms of the hydrogen pressure effect. The maximum attainable electrolyte concentration in the solution was limited by the solubility product of the bicarbonate salt, as has been reported before [33] . At constant temperature, the solubility of the aqueous electrolyte mixture depended on the equilibrium conversion, which is in agreement with the common cation effect. In the range of process conditions studied, the developed equilibrium model based on the Pitzer equations, gives a good prediction (within 5% error) of both the experimentally determined equilibrium conversion and the point of saturation of the solution. In case of assuming an ideal liquid phase, a significant deviation was observed in the prediction of the point of saturation, i.e. about 50%.
As a result of the universal framework of the proposed model, it can be utilized for all members of the alkali or alkaline earth metals, because only the system-dependent interaction parameters are needed to give a good estimation of the thermodynamic nonideal behaviour of the liquid phase. The present work shows that lk)r the description of the electrolyte system under consideration, the use of a multicomponent thermodynamic model provides a better insight into the effects of the various process parameters involved. 
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